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ABSTRACT
This investigation is a part of a general program 
of research which has for its purpose the collection of 
data on dielectric and solvent effects in solution kinetics*
In this particular study the mechanism of the alkaline 
fading of lodo phenol blue was under consideration# Also 
the electrostatics of the diacetone aloohol~hydroxid© ion 
reaction was to he Investigated,from the published data 
of ikerlof *
The experimental part consisted of studying the 
effect of adding sodium iodide to fading solutions of lodo 
phenol blue and of studying the absorption spectra of both 
the faded and unfaded dyes and also the absorption of the 
acid forms of both unfaded and regenerated dye*
The obedience of the kirn tics to the requirements 
of the Debye-Huokel limiting law indicates that the sodium 
iodide is exerting the Bronoted primary salt effect upon the 
reaction rate. The absorption spectra of the faded lodo phenol 
blue closely resembling that of water indicates that a 
carbinol is formed during the fading process. This is further 
confirmed by the fact that the absorption of the acid 
forms of the unfaded and regenerated form of the dye are 
identical. This indicates the reversibility of the reaction
vl
vii
and lends support to the carbinol formation theory of the 
fading process.
The electrostatic theory for reactions between 
ions and molecules was applied to Alcerldf’s data for the 
al&alin© decomposition of diacetone a^eohol with respect 
to the primary salt effect and the influence of the 
changing dielectric constant of the solvent. The theory 
was found to give reasonable results for the primary salt 
effect for all salts excepting fluorides, carbonates, and 
sulfates. In these cases, influence© other than electro** 
static were predominant*
The theory also gave the correct direction of 
change of the velocity constant© with decreasing dielectric 
constant of the solvent over the range of 50-78*5 except 
for isopropyl alcohol mixtures* For methyl alcohol-water, 
glycerine-water, and giycol-water solvents a chemical 
influence in the same direction as the expected electrostatic 
effects magnified the constants used in plotting these data 
against the theoretical curve*
IHTROD TJOTI OH
Oompared to thormo&ynamics and many other 
theoretical fields of chemistry th© theory of reaction 
velocity is only in the beginning of its growth* It is 
increasingly evident, however, that principle© are being 
developed which are satisfactory* These principles rest on 
the work of such men as Arrhenius, Breasted, Be bye, Bfickel, 
and Scatohard.
The modern theory of electrolytes (8) predict© that 
the presence of electrical charges in reactions will affect 
the rate of the reaction in two ways. Considering the 
reaction to b© essentially a function of collision , the 
presence of the charges may involve (a) tho electrical 
attraction or repulsion between reactants and (b) the 
ionic atmosphere which disturbs the statistical distribution 
of the reactant ions as a function of all the Ions in the 
system. It Is possible, then, in some cases to determine 
the nature and mechanisms of reactions involving electrical 
forces from a study of their reaction rates.
Very pronounced Influences upon the reaction rates 
are found to be changes in temperature which was early 
formulated by Arrhenius (9); the dielectric effect of the 
solvent which was studied by Warner and others (81) and 
the solvent effect which was investigated by Daniels (13).
In investigations carried on to determine the part©
1
splayed by these various factors one of the convenient 
reactions to be studied was that of th© alkaline fading of 
several of the sulfonphthalein dyes, A controversy has 
consequently arisen In the literature as to th© correct 
mechanism for this reaction* This present Investigation 
is a study of various possible mechanisms which have 
been proposed for this fading reaction*
One of the most recent additions to th© field of 
kinetics has been the development of satisfactory equations 
for the reactions between ions and dipolar molecules by 
Amis and Jaffd (7), It is also the purpose of this 
investigation to study some of the published data for 
the reaction of the alkaline decomposition of diacetone 
alcohol as an example of the above type of reaction*
REVIEW OF TEE LITERATURE
a* kinetics of ion-lon reactions
The foundation of modem kinetics Ilea In the 
fundamental work of Ciuldberg and Waage (15) in their 
formulation of the Law of Molecular C one©nt ra tions or, 
as it is usually called, the Mass Action Principle*
This states as the fundamental concept the principle 
that the rate of a chemical reaction is proportional to 
the molecular concentrations of the substances involved 
in the reaction*
it became increasingly evident that there were other 
generalizations which could be made in the study of 
rates of reactions * Another classical generalization 
m s  made by Arrhenius (9) in his formulation of the 
equation involving the energy of reaction and the temper­
ature coefficient given by
The integrated form containing the well-known B constant 
of Arrhenius proved to be extremely useful in the next 
period of work since the equation was in a c cord due e with 
nearly all the data that m s  extant at the time*
The next step in the development and classification 
of rate processes came in the formulation of the various
As experimental work became more accurate
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there will be on the average ever an interval of time, more 
negative than positive ions* This tendency of the ions to 
arrange themselves in some kind of order in the solution is 
partially overcome by thermal agitation* lie cause of these 
opposing effects around a given ion there will he a potential 
fields > whose average value over a time interval will 
depend on the distance from the ion* According to the 
Boltzmen principle the Ionic distribution is a function of 
the ratio of the electrical energy to the thermal energy
such that in this volume dV around the ion there will he
dn+ s h*e ir dV positive ions 
and dn” 9 n~e~|^ dV negative ions
in which L is the charge on an electron, K the Boltzraan 
factor and ¥ the temperature.
This accounts, mathematically> for the fact that 
the tendency of the ions to arrange themselves in solution 
is increasingly opposed by thermal agitation since If 
T is infinity*
df «* 0
then iT s and n~ 9
If then n z n~ r nt the net charge per unit volume at a 
point where the potential is is given by
p  s £ ~ *
which by the Boltzman principle becomes
p 2 nd (©"wwr * ^
If we expand this term and neglect higher power© when the
potential la small compared to the thermal forms of the 
arrive at the charge around any one ion of a 
given sign, low using the relation of the potential^ to 
the charge density (° as given by the Poisson equation# we 
arrive at the equation relating the charge density and 
potential
1 4  It* <|_£j r fraeff  (3)
“35" affif
Debye and Buckel then introduce the term kappa as defined
by 3c = lifB? . .
/“T O   . <*>
This term has the dimensions of reciprocal length and is
very important In the development of the theory. In this
equation 1 Is called the thickness of the ionic atmosphere. 
%
On integrating the equation {3} from the distance of closest 
approach to infinity we get for the potential at the
distance &£
^  = r h q
or expanding
Da^ Bfl 4 )
The equation may hi written in the form 
'V = + N-'i
where
-in » «  ^
*y0 is the potential at the surface of the ion due 
solely to the charge on the central ion itself and is 
independent of the ion concentration.
the quantity, "ip t» i® the total potential due to 
the ionic atmosphere or the potential due to the arrange** 
sent cf the surrounding ions in the ’Vicinity of the given 
ion and ia a function of the concentration#
From thermodynamics vm can obtain the free energy 
of a cell as a function of the effective concentration 
of the concent rat ion cell which is def ined by lewis and 
Handall as the concentration times an activity coefficient »
This may be given for a cell of active concentration as 
o^ x ^  and for another cell of active concentration of 
eg x fg, as
If solutions are ideal the first term of the right side of
equation (7) is sufficient; bu£ for real solutions the 
second term takes care of the departure from ideal.
square root of the number of Ions per unit volume, the 
value of £ is a function of the concentration. On the 
other hand the portion of the potential due to the ion 
Itself Is the same in both the dilute and concentrated 
solution. The change in electrical energy corresponding 
to this potential accompanying the discharging of the 
ion is therefore equal and opposite to that accompanying 
the charging process of the Ion so we need consider only
(7)
Since equation (4) show that kappa depends on the
excess potentialdue to the ion atmosphere.
Ttrom the electrical energy in charging and discharging 
an Ion we can gat the equation
-^hsir ls)
^his oquation9for any given solvent and temperature, on 
the introduction of the proper constants takes the form 
of the first approximation of Debye and Huekal (14) for 
univalent electrolytes
- log t 2 aje (9)
1 + Ba^ic
When the concentration is very low, then Ba^ 'fcT becomes 
negligible compared to unity and equation (j?) takes the 
form of the Bebye-Huekel limiting lew
- log f s aifif 
Using an analogous procedure it is also possible
to derive expressions for multiply-charged ions which 
contain a term involving the square of the valence (%} of 
the ion and in which case the limiting law for multiply- 
charged ions is of the form
- log f^ - a
showing that for any ion the activity coefficient is a 
function of the square of the valence.
Inhere are, several limitations and criticisms of 
the theory which may be briefly enumerateds (a) the expansions 
for the charge densities were approximated by dropping tarns
9which must fee considered in the range of applicability;
(fe) the Boltzman distribution for Ogives an average value 
Which is subject to side fluctuation; (c) at high concen­
trations the dielectric constant of the solvent may change 
because of the presence of charged ions consequently it is 
usual to use a macroscopic dielectric constant to conform to 
Ocmlembs lawf (4) th© value of applied has a minimum below 
which the equation will not hold, which value is not necessarily 
the calculated distance of closest approach; (5) it success­
fully accounts for the experimental results when its 
application is limited to solutions in which the ratio of the 
electrical to the thermal energy is small. 1. ©. t'V <r< 1.
SST
It follows from the equations that the potential is small 
if the dielectric of the solvent {£) is high, if the ions are 
large, (large r), or If the charge on the Ion is low.
The Debye-Huokel theory holds for the Ionized part 
of electrolytes, and since no ^degree of dissociation1* has 
been Introduced it holds for 100$ ionization.
Srdnsted (11) in 19E2 introduced another concept 
into the picture dealing with the nature of the reaction 
between any two ions. This theory was brought about fey a 
study of the part played in reaction rates fey the addition 
of neutral salts. Be distinguished between two distinct 
effects Which salts may have on reaction ratess (a) primary 
salt effect which is purely a kinetic effect confined to the 
reaction ions in which there Is a change of activity due 
to the addition of an electrolyte; (fe) the secondary salt
effect produced by a shift in the degree of dissociation 
of a weak electrolyte based on the Blass Action Law, then 
on© of its ions is involved in the kinetic process,
Bronsted assumes that reaction© go through an 
intermediate complex as in the equation
A + B X-----s> 0 +■ B ,
At equilibrium by the Mass Action law he writes for the 
initial step
k = “ A  r S r  us)
Then the velocity of formation of the complex is
given by
velocity k1 ox z k’fc oAoB fAfB
fx
or by letting ko - kfk thi3 becomes
velocity - kocAcB fAfB (15)
'rx
Tho complox X is elusive and cannot be isolated bub the 
rate depends on its specific reactivity kf and k is therefore 
independent of temperature* If the life of the complex 
is long compared to the time between two activating 
collisions, then it is probably correct to assume that the 
purely physical collision complex determines the rat© of 
the reaction through a spontaneous monomolecular decomposition 
Induced by thermal agitation. However, if the life of 
the complex is short, T exerts its effect through tlx© 
equilibrium constant, and Bronsted (11) is probably correct 
in his hypothesis that reaction velocity is determined by
11
tea difference In the potential of the initial and 
critical states of the reacting systems but is independent 
of tee potential of the final state of the system. This 
is equivalent to saying teat the rat© of reaction depends 
upon the ratio of the activity coefficients of the 
substances in the initial and critical states,
Seatchard {BO} arrives at tee same conclusion by 
evaluating tee Breasted activity factor
using tee assumption that a statistical relation is also 
involved in thermodynamic equilibria. He thus obtains 
tee Brdnsted equation (IS)
in which k is the observed rate constant and is theo
ideal rate independent of charges. Hence W is a measure 
of tee deviation of k from the ideal kQ.
reaction* the rate being determined by these factors!
(a) the ions must approach to a certain distance; (b) the 
lone must have a relative orientation which is, however, 
not critical; and (e) the energy must be localized or the 
molecule must be deformed to let the Ions approach to the 
proper energy level.
This derivation by Scat chard of the Bronsted theory 
ranks as one of the great contributions to solutions kinetics,
Scatohard then proposes three conditions for a
together with the other developments already mentioned*
Saoh of the conditions of reactions given above can be 
considered of some Importance in evaluating the final rate 
constant. It is possible that the molecules must remain 
in this state during a very short but finite time necessary 
for reaction. It Is possible also that there are two or 
more states, quite different in some respects, ^hich lead 
to the same reaction. These conditions seem general enough 
to cover all cases. If the approach of the molecules follows 
the reception of energy and the deformation and orientation, 
there is a "reaction on collision"; if the approach precedes 
any of the other steps, there is a preliminary complex 
fcarmation. sc at chard believes that it is of no importance 
whether this complex is to be regarded as a "physical 
constellation" or a "chemical compound" since the distinction 
depends on the definition of a compound. It seems equally 
unimportant v/hether the rate be calculated from the 
concentration of reacting complexes or from the number of 
collisions with the necessary orientation and energy, 
multiplied by a factor for the duration of the collision.
For reactions slow enough to be measured, the 
reacting state is a very improbable one. he must assume 
that It differs only slightly from other states v/hoso 
total probability is very much greater than that of the 
reacting complex and which ere in statistical equilibrium.
bb may than treat the reacting complex as though it also 
mere in equilibrium.
Breasted* s theory follows from Scatchard*^ 
assumptions without any use of statistical mechanics other 
than the general postulate that statistical equilibrium 
implies thermodynamic equilibrium. Scat chard* s work is 
made necessary by the fact that thermodynamics tells us 
nothing of the value of JJc f the activity coefficient of a 
complex* that disappears as soon as it is formed and whose 
amount can never be measured. The only methods of treatment 
are the use of empirical generalizations or statistical 
mechanics as done by Scat chard. Its application is limited 
to ion-ion reactions and to cases where we may use Debye** 
Buokel radii of closest approach since Brohsted calculated 
that lonle reactions depend only on the valence type.
Scat chard follows the procedure of Christiansen (IS) 
in calculating the concentration of the complex directly 
from the equations of Debye and Busks 1. This concentration 
is proportional to the bulk concentration of 4 molecules 
multiplied by the average concentration of B molecules at 
a distance jp from an Jt molecule* where jr is the distance 
of approach characteristic of the complex. According h o 
Debye and Huckel this is given by
* W  TZvt
o* . k" 0AaB a "’Kg *  Us)
14
Prom equation CftJ for the mean potential at a distance 3* 
from 4 th» equation for the concentration of the 
complex we hare
.-fcr- £.2zazB e’5^  •**Bi (16)
°* 8 °A°B * T » r ~ ” p-----5 T ^
When kappa equals zero the equation becomes
o O o £-Z.zAzS....
0X s k °a°B DETr
or
c!
It follows then that by combining the equations (16) and (1?)
In Ilia = la-2*. - m  -SL s £Ss*3n fl - 94*J*iL,0x
f x  « b « a  ^  t a r ,|_ T ^ r j
It is to be noticed that Soatohard has introduced 
the Boltzman factor, since the rate must depend on the forces 
that bring the ions together (potential x charge) and those
that tend to keep them apart (temperature) * However, he
did not go through the process of thermodynamic integrations 
used by Debye and Huokel* By making necessary expansions 
and limitations, the equation of Sdatchard can be made 
identical to that of Bronsted.
If we choose a reference state we are able to obtain 
the important effect of dialeotric constant of the solvent 
on the reaotlon rate. If we choose for the reference state 
of the solvent the concentration at which all ionic forces 
have been eliminated, we have the following?
18 ?A*b - In [ 0x° \ - In
\°a °s d
15
This effect of the dielectric constant of the 
solvent is very important and come® directly from Scatchard’s 
derivation of the Bronsted activity factor*
Now in extending the work of Scatchard it is possible 
to take into account those oases where the environment of 
the reaction changes continuously; that ist the ionic strength 
Is actually changing while the reaction is taking place*
The treatment is based on the Bronsted "critical 
complex" X with the rate of formation occurring as In 
equation (13). On substituting the various constants in 
equation (9) for a charged ion the Debye~Huokel expression
for the activity coefficient of an ion in water at S5°C is
- log ft s 1.15 g|2 Yu (20)
1 *► *328 a f u
The numerical constants vary with the temperature and 
dielectric constant of the solvent, For ionic strengths 
of very low value or for very dilute solutions we have
- log f* z or (si)
For the Bronsted activity factor (Equation 8) assuming the 
same size for all the ions we obtain
i°s * y | . f < ss>
This equation upon which a fundamental part of this research 
Is based expresses tacitly that an addition of salt (a) 
increases the rate of a reaction for ions of like signs and
16
(ft) decreases tbs rat© tor ions of unlike signst because 
tbe term is then negative and consequently the rate is
decreased* It also shows that the rate should have no 
primary salt effect for a reaction between an ion and a 
neutral molecule. These are the conclusions drawn by 
Brbnsted. Br$nst©&*s application Is limited to reactions 
"idlere the ionic strengths do not change and therefor© ones 
is which the activity coefficients are constants during the 
eourse of the reaction. Extension has been mad© of the abote 
equation to reactions of changing ionic strength based on 
an additional factor to include the changing of the ionic 
strength in the solution. This factor is of the form
where Uq is the initial ionic strength, &  is the extent of 
the reaction and £  is a constant.
Combining the results of Brbnsted, (ll) Christiansen 
(IE), and Scatchard (SO), the general kinetic equation may 
be formulated as follows
where Iqp is the reaction rat© extrapolated to infinite
dielectric constant and to zero ionic strength} the term
r,*r„ is the radius of the Bfdnsted complex and kappa is A B
defined as in eauation (4).
by Warner (21), LaMar (18), and others in the derivation
•PT s {T + gx (as)
Another step in th© extension of the theory was mad©
17
of energies of activation and entropies of activation. 
Considering the rate of a given reaction to be a function 
of the temperature and the dielectric of the solvent we 
may write
By use of the Arrhenius equation (1) w© may derive expressions 
for the energies of activation as a function of composition 
and dielectric by transforming equation (25) into terms 
involving energies of activation and terms involving the 
Change of rate with dielectric constant.
The Arrhenius equation may be integrated in two ways* 
one* by integration between the limits Tiand Ta{ the other* 
by introducing a constant of integration B which is a 
factor involving a frequency of collision and an entropy 
of activation as defined by LaMer (18), The equations may 
be shown to be the following by the use of limits
from which we may get for B using the rates at two temperatures
B - T2 log to - Tiloam. (28)
%  - *1
2Prom thermodynamic considerations involving specific 
heats it can be shown that B is of the form
or introducing the constant of integration
(£6)
(£7)
(29)
2.SOS R
in which B0 is the logarithm of a frequency of collision as 
derived for reactions taking place in the gas phase and AS* 
is the entropy of aotivation of the reaction.
LaMar then show that both the A&* and As* are complex 
being of the form
AS* s ASg+ABg (SO-A)
and
AS* * 43* -HiSjJ + ds|n (30-B)
in which the £ dtate is the uncharged effect of the reacting 
particles, the D term being due to the electrical charge on 
the reactants, and the In term being due to the interaction 
of the ionic atmospheres for reactions between ions*
Following the procedure of LaMer and Kamner (IS) in 
considering the effect due to the ionic atmosphere of the
reactants, the following expressions may be derived for the 
values of the energy of activation due to the atmosphere and 
of the entropy of activation due to the atmospheres
By using these equations the theoretical slope may be
determined if we plot 0E* against ftT and the B value againstfuT 
fhe agreement in observed values for ion-ion reactions 
has thus far been exceedingly good except for what might 
be considered specific solvent effects* For ion~ian reactions
19
equation J is considered adequate a 1 though an Important 
term involving a temperature dependence factor has recently 
teen derived by &mis and Jaffa (6) which explains some of 
tfcs anomalies observed involving the temperature terns in the 
rate calculations.
This work has been culminated by Byring nflio was the 
first to calculate the actual rate of a chemical reaction 
from a knowledge of the potential energy of the reacting 
systems in the eases share such information is available (£3), 
b. Reactions of the fading of iodo phenol blue*
In the literature there have been presented two 
different mechanisms for the -alkaline fading of the phenol* 
sulfonphthaleln dyes, Thiel (22) and others (5, 13,17} have 
considered the fading reaction as an addition of an hydroxide 
ion to the dye ion to form a colorless carbinol. This would 
be given by the following equation: — „x
^  . O'X
Reaction I/ Y - X ’" / - ^  I -  -
( c f -- * O r  f ^H  * Q . .  «  o » -
Eilpatriek (19) with Fanepinto, however considers the reaction 
as being a substitution of an hydroxide ion for one of the 
lo4jTtA atoms yielding iodide ion the solution* Their 
reaction would-be represented by the following equation:
/ Q - ; _  , Q-7- ^  ‘ - /
 ”  <
So" "/ \-oc t
t OH / \ J -^X^Qaction II
— * - JZ \ ^ f
3 „
O H
20
We propose to test the mechanism by two methods*
I# According to the general kinetic equation (24) 
for lon-lon reactions, the effect of an added electrolyte 
w>uld be to increase the rat© of fading since the ions 
involved are of like sign. It is fortuitous in this case 
that the ions under discussion are the negative iodide ion 
and the negative hydroxide ion. According to the equation, 
then, the addition of a neutral salt to the reaction between 
two negative ions should increase the rate a calculate 
amount. On the other hand, if the reaction is of th© type 
indicated by Kilpatrick and involves the breaking off of 
an Iodide ion, the mass action effect of adding a substance 
containing a common ion euch as sodium iodide would be such 
as to measurably decrease the reaction rate.
XX. The alkaline form of lodo phenol blue has a 
characteristic absorption curve whose intensity Is a function 
of the concentration of the dye present in the blue form.
An examination of the spectra in the blue and faded forms 
should yield information as to what possible structures 
are present. According to Brode, (10) the qulnold structure 
has a characteristic absorption band at a more or less 
definite region of the spectrum depending on the other groups 
present. If the fading reaction occurs simply as a substitu­
tion of an hydroxide ion for an iodide ion (reaction IX), the 
only difference In the spectra of the unfaded and faded forms 
should be a slight difference in the weighting of the groups
ZL
©r should 1nvolve only a slight displacement in the absorption 
ban4« If the fading is caused by a complete destruction 
of the quinoid linkages and the formation of other groups, 
tee faded spectrum should have the characteristic form of 
the new groups* In tee case of the reaction of Thiele 
{reaction I) the only absorption should be caused by the 
earbinol, the phenol, and tee sulfonic acid groups which 
have no absorption in the rang® of a normal photographic 
plate (10).
The reaction is also known to be quantitatively 
reversible (8). The addition of large quantities of acid 
reverses the reaction to give a compound resembling the 
original unfaded dye molecule in teat it unde goes the 
characteristic indicator changes as a function of pH.
Again it is possible to Investigate the structures speetro- 
graphically. If the fading Is a rearrangement according 
to reaction I* the regeneration involves simply a re-formation 
of the molecule into the original form. The spectrum of 
tee regenerated dye should teen be identical to that of 
the original molecule.
It would seem highly imps©babls that the acidification 
of a solution containing the faded quinoid form as in 
reaction II would replace the iodide ion in the phenol 
nucleus which would be necessary when the reverse action
takes place*
The materials and methods used In these studies were 
essentially those used by Aiais and LaMar (8) in similar 
researches. The purification of the reagents and preparation 
©f solutions was that given by them, The iodo phenol blue was 
prepared in stock solutions v&Ieli were 1 x 1Q~^ molar as 
described by these authors, The sodium hydroxide was also made 
up and standardized in a similar manner, The sodium iodide 
(0. P. Baker*s analyzed) was made up before each run on a 
gravimetric basis, diluted to a suitable volume and divided 
Into aliquot parts on a volumetric basis.
All volumetric apparatus and weights were calibrated, 
The temperatures were held constant to * 0,01° 0.
Ten milliliters of the 1 x 10*4 molar stock solution of 
iodo phenol blue were placed in a volumetric flask and 
sufficient sodium iodide solution, sodium hydroxide solution 
and water were added to make a total volume of 100 milliliters 
which was 1 x 10*® molar with respect to the dye, 0,006 molar 
with respect to the sodium hydroxide and with varying 
concentrations of sodium iodide to reach the other ionic 
strengths used in the studies. The time of addition of WaOH 
was noted and used as the initial time in the runs. A standard 
neutral solution of unfaded dye was also made up and placed
in the thermostat.
To asks a reading five milliliters of the fading dye
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solution were pipetted into one of the colorimeter cups end 
five milliliters of the standard unfading dye was placed 
in the other* Using a Klett colorimeter the amount of 
fading was determined as a function of time* The illumination 
used was a Mazda lamp with a blue filter*
The spectr©graphic data were obtained using a large 
Littrow spectrograph with spectrophotometric attachments.
For these experiments dye solutions were made up to lCf5 
molar as in the kinetic runs* Enough of the solution was 
pipetted out to fill a fused quartz absorption cell* All 
measurements were made from cells with a column of absorbing . 
medium which was 2 cm. in length* The light source for the 
visible was a Mazda ribbon filament lamp end for the ultra­
violet was a hydrogen discharge tube* The setting for the 
visible spectra was position #3 of the glass system covering 
a frequency of 450-700 fresnel units* For the ultraviolet 
readings on the absorption of the faded dye, positions #5 
and #9 of the quartz system were used covering a region of 
430-1500 fresnel units or from 2000-6000 A0*
The procedure consisted of printing a millimeter 
scale on the plate, exposing the plate as a blank with no 
absorption cells in the light beam, and then interposing the 
cells, one being filled with distilled water and the other 
containing the sample being studied. The blank was made 
necessary by the fact that it was found to be impossible to 
equate the light intensities of the two parts of the beam 
visually so that they gave identical readings on the densitometer.
The correction could then be mde for initial differences 
in intensity of the two beam®# The time of exposure was 3, 
4* and 5 seconds—-the final curve being plotted for the 
average of the three densitometer readings corresponding to 
a given frequency#
instrtnent which measures the density of the plate by use of 
a photoelectric cell# In this Instrument the dark current is 
set to zero on the galvanometer scale and the reading of 100 
as the transmission through a clear portion of the plate# In 
this ease the densitometer reading (0) ranged from zero to one 
hundred with the reading being Inversely proportional to the 
density of the plate and directly proportional to the amount 
of light absorbed by the dye at a given frequency#
deflections for the beam which had passed through the dye (D) 
to that for the beam which had passed through the water (D0) 
is then proportional to the absorption of the incident light 
by the dye solution when proper corrections are made for the 
deflections, 0* and DQf, obtained for the blank# from this 
we elaeulated the specific extinction coefficient According 
to Beer’s Law
The densitometer used was a Hardy Electric Company
The logarithm of the ratio of the galvanometer
Then the specific extinction coefficient, & is
B5
calculated for our experiments as 
k 8 1 log DX> f
^  V*-
and is of the units of grams per liter centimeters# This is 
plotted against frequency according to the suggestion of 
Brode (10)#
DATA
The rate constant© of iodo phenol blue in alkaline 
solution were calculated from the equation
The value of ja was represented by the reading, on the 
colorimeter before any fading took place. The value a- x was 
represented by the reading let the time, t) of the fading dye 
against the standard on the colorimeter.
The true bimolecular rates were obtained by dividing 
the pseudo-uni-molecular rate constant by the concentration of 
the hydroxide ion which because of its large excess remained 
sensibly constant throughout the run. The units chosen were 
moles per liter for the concentration, and days as the time 
unit.
In Table I are given typical example© of the data of 
the kinetic runs. These are given as the true bimolecular 
rate constants k and calculated from the pseudo-uni-molecular 
rate constants by dividing by the concentration. The 
concentration units are moles per liter with the time expressed 
In days.
The values indicate a primary salt effect with. 
Increasing concentration of sodium Iodide added, as is 
illustrated in Table IX, vfoere the constants are recorded as 
a function of the ionic strength at the three temperatures,
£5°, 35°, and 45° C* The quantitative agreement of the data
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with Bronsted* s theory of the primary salt effect is illustrated 
in Fig* 1, where log k is plotted against the square root of 
the ionio strength for the three temperatures indicated. The 
Debye-Huakel limiting law is represented by the straight lines 
and the data by the circles*
The agreement is all that could be desired almost 
throughout the range of concent rations studied* In fact the 
agreement reaches to readings of ionic strengths greater than 
would ordinarily be expected, but does correspond to the 
primary salt effect observed by Amis and leMer for the fading 
of brom phenol blue in different concentration of sodium 
hydroxide and also for the fading of iodo phenol blue as 
observed by Fanepinto and Kilpatrick for different concentrations 
of electrolyte* There is no indication that the mass action 
is influential in the observed kinetics with added sodium 
iodide* It would seem extremely improbable that the mechanism 
is a replacement of iodine by a hydroxide ion in the dye 
molecule thus producing iodide ion.
Table II also contains the energies of activation and 
the Arrhenius frequency factors at different ionic strengths 
and for the three specified temperatures. From equation (31-A) 
the slopes for the energies of activation a® a function of 
ionic strength for the fading reaction are 1569 and 1605 for 
30° and 40° 0. respectively. This gives for these data the
equations .—
AK|0 * 1569 f U
« 1605 fvT
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In Fig, 2 the energies of activation, are plotted as a function 
of the ,{u* Again the solid linos represent the Debye- 
Huckel limiting law slope and the circles represent the 
data. When it is considered that an accuracy even as great 
as 100 calories is considered good in the measurement of 
energy of activation it will be seen that the data conforms 
to the theory as well as could be expected. This increment 
of energy of activation with increasing ionic strength 
represents that part contributed by the ionic atmosphere to 
the energy of activation between ionic reactants as 
represented by Squat ion {31-A)
The degree to which the Arrhenius frequency factor 
B conforms to electrostatic theory is illustrated in Fig, 3, 
The slopes of these lines were evaluated from Equation (31-B) 
and are respectively 3*19 and 3,35 for 30 and 40 degrees 
respectively. That is, we may represent equation (Sl-B) for 
these data by the two following equations*
A3S0 s 3.19 -fu
2,3 E 1
^40 = 3.35 ft
3*3 R
Again the increment of the Arrhenius factor B with 
Ionic strength represents the contribution of the Ionic 
atmosphere to this factor as given by equation (31~B). The 
slope of the Debye-Huckel limiting law averages these data 
fairly well, as can be seen from Fig* 3, The slopes for
m
the contribution of the ionic atmosphere to the energy of 
activation and the frequency factors were calculated for the 
mean of the temperatures and dielectric constants of the 
solvent used in making the kinetic runs which determined 
these energies of activation and frequency factors.
In Table III we give the specific extinction 
coefficient and the corresponding wavelengths of the unfaded 
iodo phenol blue in 10 molar dye solution In neutral 
solution. In Fig. 4 this data Is plotted using frequency 
in fresnel units as abscissae with specific extinction 
coefficients as ordinates, This method of plotting 
corresponds to decreasing wavelengths of light from left to 
right on the abscissae thus making the red end of the spectrum 
on the left* The dye Is seen to have a sharp absorption 
maximum at a frequency of 510 f * or 5808 A0. How if the 
fading mechanism were one of substitution of a heavier 
iodide ion by a lighter hydroxide ion there should be only 
a shifting of the absorption band to correspond to the 
difference In resonance of the molecule, The absorption 
maximum however would still be in the visible. However* 
in Table IV we give the specific extinction coefficient as 
a function of frequency for the alkaline faded iodo phenol 
blue. The data is plotted in Fig. 5, This absorption 
spectrum is typical of non-chromophoric molecules and wauld 
correspond to that obtained for only those molecules which 
contain linkages similar to those found in alcohol, acids*
and water. The evidence from absorption spectra would 
indicate that the fading process is one in which the quinold 
structure of the iodo phenol blue is replaced by the 
earbinol which would have complete transmission in the 
visible. Further evidence on the mechanism can be obtained 
from the absorption of the acid form of the iodo phenol blue* 
Amis and laMer (8) observed that the faded dye when 
acidified gradually regained the acid color of the unfaded 
dye. This regeneration has also been found to be 
quantitative in relatively large concentration of the 
acid. If the regenerated dye is exactly the same as the 
unfaded materia! then the acid regeneration means that the 
hydrogen ion has the ability not only to remove the 
hydroxyl ion but also to quantitatively replace the Iodide 
if the mechanism for the fading proposed by Kilpatrick* 
et al., is accepted. On the basis of the mechanism pro­
posed by Thiele and others* the acid regeneration would mean 
merely the removal of the hydroxide ion in the earbinol and 
the reforming of the quinold structure in the dye. It is 
very improbable that iodide ion could be made to enter 
a benzene nucleus by mere acidification of a solution of 
a material in which substitution is to take place.
In Table V is given the specific extinction 
coefficient as a function of frequency of both the unfaded 
and regenerated io&o phenol blue* the measurements being 
taken in acid solution of like concentration In both cases.
SI
Timm data are plotted in Fig. 6* In the figure the symbol 
X represents the absorption of the unfaded and the e the 
absorption spectrum of the regenerated dye. It can be 
sew that the two spectra are identical and hence, the 
regenerated dye corresponds exactly to the unfaded material, 
This would indicate that the regeneration process is merely 
a change from the colorless earbinol to the yellow acid 
qulnoid structure of the iodo phenol blue.
TABUS I 
SAMPLS RHIS
Kinetics of the Fading of Iodo I^ henol Blue in Water
25°
NaOH, 0.006 N. Hal, 0.002 K.
Days 10^ x cone. k.
of I. P. B.
0.896 0.903 20.9
1.031 0.878 20,8
2.113 0.766 20.8
2,567 0,725 20,7
3,000 0.687 20,9
4.000 0.609 20,7
5.000 0,540 20,8
AV0 # 20.8
45°
HaOH, 0,006 Kal, 0,002
Day® 10® x oonc. k. 
of I. P, B,
0,874 0.679 73.9
1» 041 0,630 73,8
1,667 0,451 73.8
1,870 0,434 74.0
2.030 0.404 74,0
2,500 0.329 73.9
Ave. 73,9
t a b u: ii
Data for Water with Alkali-Hydroxlde and Alkali Salt Added 
Dye 10"5 M., HaOB 0,006 N. with added Hal
u
0.000
U
o.ocoo
25°
(14.3)
iC _
55
(27.7)
45°
(50.2)
IS
25-35°
12,070
5 * 
35-45
11,520
S Q 
25-35 
10.00
B 0 
35-45
9,61
0.006 0.0775 19.7 58.5 69.9 12,180 11,640 10.24 9,84
0.008 0.0895 20 .8 40.6 73.9 12,190 11,660 10.88 9.87
oioio 0.1000 21.6 42.2 76.9 12,210 11,680 10.32
V;
9.91
0.012 0.1096 22.6 44.2 80.6 12,230 11.700 10.34 9.96
0.016 0.1265 24.0 47.0 86.0 12,260 11,750 10.37 10.01
0.026 0.1615 27.6 53.9 99.2 12,290 11,780 10.41 10 *14
TABLE III
Absorption Spectrum of the Blue Form of Iodo Phenol Blue 
Setting # 8, Being Glass Prism with Litrow Spectrograph
Frequency Wave Length Specific
(Fresnel units) (mu) Extinction
Coefficient 3c
461 650 6.3
476 630 5.4
493 600.8 31.1
510 580.8 64.5
524 570.2 47.5
537 550.9 26.2
552 540.3 20.0
578 510.9 7.6
603 490.7 4.0
627 470.8 4.2
647 460.4 3.7
668 440.9 5.1
688 430.6 4.4
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TABLE 2?
Absorption Spectrum of Faded Iodo Phenol Blue
Bangs 1500 f* to 450 f.
(SOOO-0OOO A0)
Settings # 5 and # 9 with Q.uartz Prism in Llttrow Spectrograph
Random Points taken over Specific
Range of 430-1500 f, Extinction
Coefficient k
1 5.8
2 4.9
3 5.0
4 4.8
5 3.7
6 4.4
7 1.0
35
TABLE ¥
Absorption of Unfaded and Regenerated Acid 
Yellow form of Iodo Phenol Bine 
Setting # 3, Using Glass Prism in Lit trow Spectrograph
Frequency 
(Fresnel units)
461
Specific 
Extinction 
Coefficient Is 
(unfaded)
1 «Q4
Specific 
Extinction 
Coefficient k 
(regenerated) 
1*04
493 2.11 3*67
524 1*04 5*56
558 1*88 8*20
578 2*41 4*62
603 11*5 15*7
627 18*8 16.9
647 1®*1 15*9
668 82*7 22.7
668 80.7 19*5
697 19*4
3d
m
j t
vy
1.44
v>
1.42
140
126
Log 1^ 5 = Log 14^+0.20 
L°g ^ 4 5  = Log I4CJUJ + 0.4-01.24
120
U8
Fig. 2
tVA i'p089 i>X
12,400
I2p00 —
11,900
11*400
11,700
11*600
i t 1  I I I I I J L I I I i i i
O .01 -02 .05 .04 .05 .06 .or .08 .09 .10 .11 .12 .15 .14- .15 .16 .17
i7*
zv
oroi
oSot
0>
i
034
Vil
sr 40
I J I Lo
s
OoITS
oIf*
*
I I I Io
b'«#•
o/V oof<\
oiAN
OlA
Fig. 5
iOO
05.0
o
500
5QO
2JP
iocf 9 00
f
Fig. 6
woo /300
x U n f a d e d A cid Y e l l o w 
o D e g e n e r a t ed A cid Y e l l o w
/500
05.0
Q O .O
CONCLUSIONS
1. The influence upon the kinetics of fading 
of Iodo phenol blue of added sodium iodide is proved 
to be that of the Bronsted primary salt effect rather 
than a mass action effect*
S. Absorption spectrum data on the alkaline 
faded iodo phenol blue shows that the absorption corresponds 
to alcohols, aoids, or water, This would be expected if 
the earbinol was formed during the fading process.
3. Absorption spectra of the unfaded and regen** 
erated acid form of the Iodo phenol blue are identical 
and hence, the fading process is reversed in acid 
solution.
4. These observations lead to the conclusion that 
the fading process is one of earbinol formation with the 
corresponding disappearance of the q.uinoid structure.
5. The data of &korl5f on the diaoetone alcohol- 
hydroxide ion reaction both as to the effect of neutral 
salts and changing dielectric of solvent have been 
discussed in relation to the predictions of electrostatic® 
theory for reactions between ions and dipole molecules.
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APPENDIX
Kinetics of Ion-Dipole reactions
The equations given in the preceding section are 
totally inadequate in the study of ion-xaoledule reactions* 
©lie arises fro®, an examination of the general equation (24) 
which is seen to involve terms considering in each case the 
valency of the two reacting units* Obviously, if one of the 
reactants has a valence of aero the agreement could in nowise 
he satisfactory. This has been shown by Amis and Jaffa (?) 
who have derived an equation for this type of reaction* 
Contrary to the conclusion that in a molecule-ion reaction 
there were no electrostatic forces between the Ions and 
molecules except those of the ion, it has been shown that 
the molecule must be considered as a dipole because of the 
definite charge centers of these dipole molecules* This 
force is then a function of the dipole moment of the molecule, 
wp, and of the angle of approach, , of the reaction units 
in addition to the other factors outlined above for ion-ion 
reactions. Their equation is
In k » la + £ s^os J Ip* -
UKTr (1 + 3tr05
This equation for ion-dlpole reactions corresponds to equation 
(3d) for the case of ion—ion reactions* In general,
43
44
the cosine is chosen to he 1 and also the assumption Is 
made that the critical distance r0 corresponds to the 
radius of closest approach in the above equations* 
Introducing the dimensionleas variable
ss * &a s  to0 (33)
and the dimensionless quantity
* = (In * - In (34)c 33U5 oo0 v
we can write our result In the final form
iS , _____ (35)
*rl
g Id
I f z + n^(lVz)
This formula brings out the dependence of £ on concentration 
which does not depend on the valency of the JJ ion nor on 
the nature of the other Ions contributing to the Ionic 
atmosphere. Then in any case the relationship between 
W and z should be the same,
For the dielectric dependence of the rate constantf 
Amis and Jaffe have introduced as a point of reference the 
point at which kappa equals zero as being the limiting case 
in which all electrostatic actions have disappeared. The 
equation (32) then will express the complete dependence of 
l£ on dielectric constant as on concentration*
Again they introduce dimensionless variables. They
set m A
T P
which gives for lambda tho dimension qkT^ but free from D.
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Satttng then % r A a s Ar0
V  Z (In IE - In kjpsj,) __   | ^
£ *Buo A oo * i>
the general relation obtained la then
W* = 1  i____
i + 5 r—
I T *  25—
It should be noticed that a2 and A ® are by their definitions 
proportional to the ionic strength.
The second part of this paper is devoted to the 
explanation of the alkaline decomposition of diaoetone alcohol 
using the data published by Ikerlof (2) (3) {4} for the reaction.
This reaction is that of an hydroxide ion reaction with 
a dipolar molecule as shown below;
00- 0 
I 3
QH5- C —  GHg-p-OB^   8 ° V °  ~ ^
OH 0
By use of the equation of Amis and laffe (32) for 
reactions between ions and molecules this reaction may 
now be explained on the basis of the electrostatic theory 
for ion-dipoles in the oases where these electrostatic forces 
are predominant in determining the reaction velocity.
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This reaction is particularly important sine© it Is 
tits first reaction to be Investigated from the standpoint 
of the Amis and Jaffb theory which involves the reaction 
between a negative ion and a dipole molecule. In the original 
paper (?) good agreement m e  shown to exist between the kinetics 
1ST a positive Ion and a dipole and the same agreement Is
slum to exist in this case of a negative ion reacting with 
a dipole,
Jlkerlof (2) (3) (4) has studied the decomposition 
of diaoetone alcohol in alkaline hydroxide solutions containing 
variable concentrations of a variety of salts and in various 
mixed solvents differing widely In composition and dielectric 
constant. He has explained the observed kinetics of the
reaction on the basis of changed activity of alkali in these 
various slat solutions and mixed solvents. The fluorides, 
carbonates, and sulfate salt solutions were observed to be 
anomalous in their effects upon the kinetics of the diaoetone 
aleohol-hydroxide ion reaction. The mixed solvents isopropyl 
alcohol-mter and methyl alcohol-n-propyl alcohol were also 
anomalous in their behavior. The equation of Amis and Jaffe 
(52) permits the study of the effects of neutral salts and of 
variable dielectric constant of the solvent upon the reaction 
between an ion and a dipolar molecule insofar as the effects 
are due to electrostatic forces. The dlaceton© alcohol- 
hydroxide Ion reaction in the salt solutions and in the solvents 
©f variable dielectric constant should fall In the scope
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of this theory as long as effects other than those arising 
from electrostatics do not predominate*
In Tables VI-A, B, and 0 are given Akerlof*© data 
for the decomposition of diaoetone alcohol in potassium 
hydroxide potassium emits, soil um-hy dr oxide-sodium salts, and 
various alkaline hydroxides without the presence of ©alts*
The constants specified in Tables TI-A and YI-B are pseudo- 
uni-moleoular rate constants while both the pseudo-uni- 
saoleoular and the true bimoleoular constants are given in 
FI-C. These constants are all calculated using time In 
minutes. In Fig. 7, these data are plotted against the 
critical curve represented by equation (85) of Mis and 
Jaffa. The sub-number for a circle represent® the number 
of data for uni-univalent salts at a given 3 of which the 
circle Is the mean position. The data for the pure 
alkaline hydroxides are plotted with symbols othsr than 
circles as indicated in the legend of Fig. 7. The kinetic 
rate in the presence of the uni-bivalent potassium and 
sodium chromates fall on a common curve represented by 
symbol circled-dot.
The data for the salt solutions, while not 
confoiming exactly to the curvature of the theoretical line, 
do have the expected direction of change and the mean 
positions represented by the data fall fairly closely to 
the theoretical curve especially In the more dilute regions. 
This is the region vdiere best agreement would be expected.
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The data for the pur© alkali hydroxides fit the curve only for 
regions of concentration up to a value of q  equal to 0*6*
Even this is far beyond the rang© of concentration at which 
ion-ion reactions agree with the prediction of theory * 
sinoe in these cases the agreement ordinarily confoims to 
theory only up to a value of u somewhat less than 0*01* In 
Table VII are recorded the constants used in fitting 
ibcerloff s data to the theoretical ourve of Fig. 7. The 
value of theso constants agree reasonably well with those 
found by Amis and Jaff© (7) for the inversion sucrose by 
hydrochloric acid*
In the case of the fluorides, carbonates, and 
sulfates the change of rate with concentration is opposite 
to that predicted by theory and hence there must be other 
than electrostatic forces involved when the rat© constants 
of this reaction are measured in solutions of these salts.
This anomalous behavior is in agreement with the observations 
of Akerlof*
Table VIII contains Akerlof’s data {4} for the 
decomposition of diacetone alcohol in various mixed solvents 
when the concentration of sodium hydroxide is 0*1 N*
Included In the table are the dielectric constants of the 
Vflrious solvents also taken from the data of Akerlof (1)*
The constants in this table are pseudo-unimoleoular and 
the time Is in minutes. Akerldf observed that in most 
cases the rate constant decreases with decreasing dielectric 
constant of the solvent, the decrease becoming progressively
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loss as the dielectric constant was continually lowered
end in some oases the j)iot of the rate against the
dielectric constant showed an inflection* In the case of
isopropyl alcohol-water and methyl alcohol-n~propyl alcohol
the rates increased with decreasing dielectric constant of
the solvent, JBcerlbf noted that the effects in the various
mixed solvents was opposite to that of acid hydrolysis
of organic molecules such as esters* This, he thought, 
was surprising. Again the theory for ion-dipole reactions
should account for the effects of the dielectric constant 
of the solvent observed upon the kinetics of the alkali- 
hydroxide-diacetone alcohol reaction, provided that these 
effects are dependent upon electrostatics. In Fig* 8 m  
have plotted the data on a curve represented by the 
requirements of the theory for rates of reaction between 
ions and dipole molecules as given by equation (58)* On 
this curve we are unable to plot the data for Isopropyl 
alcohol and methyl alcohol-n-propyl alcohol since the 
direction of the change of the velocity constant of the 
reaction with decreasing dielectric of th© solvent is 
opposite to that predicted by theory. The other mixed 
solvents agree in direction and curvature fairly well over 
the range of dielectric constant from 50 to 78.5* This is 
the range found to agree vd.th theory in th© oase of ion-
ion reactions.
In Table IX th© constants used in plotting these
data are recorded. It can be seen from this table that
m
only ethyl alcohol and n-propyl alcohol give th© ©xpeet©&
values of the constants employed* For th© other solvents
the large values of the enhanced moment it* and of the
Q
square of the refractive index indicate a chemical effect 
which is in th© same direction as the expected electrostatic 
effect. The result is a magnification of th© contribution 
ejected from electrostatics* Since the rate decreases 
with decreasing sodium hydroxide concentration and since 
theory predicts th© decrease vdth a decrease in the 
dielectric constant of the solvent, then any chemical 
reaction which would decrease the effective concentration 
of hydroxide ion would add to the expected electrostatic 
effect. It is known that glycerine neutralises sodium 
hydroxide to a marked extent ($)* It is reasonable to 
suppose that ethylene glycol being similar in nature to 
glycerine will likewise effectively reduce the concentration 
of the hydroxide ion. Hence, with increasing amount of 
glycerol or glycol and a corresponding decrease of 
dielectric constant, a larger decrease of the rat© constant 
than that predicted by electrostatics will be observed.
This was found to be tha case in the fading of brom phenol 
blue by sodium hydroxide when glycerine was used as one 
component of the solvent. (5) This would explain th© 
unexpected decrease in the rate constants observed In 
the diaoetone alcohol-hydroxlde reaction in glycerol-water 
and glycol-*water solvents. Vie are unable to explain the
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'very large effect of methyl alcohol upon the rate constants 
although ikerl'Qf assumes that probably the sodium alcoholat© 
Is formed. Our experience with alcohol as a solvent i&Kmld 
lead us to doubt "this explanation a® being the true cause 
of the observed result, since alkaline fading of various 
phthalein dyes in aloohol-water solvents conforms to the 
predictions of electrostatics. (8)
It does not seem logical to explain the deviations 
oceuring in methyl alcohol on this basis of alcoholat© 
formation when Cthyl alcohol end isopropyl alcohol conform 
closely to th© predictions of theory.
TAELS ?I~A
Bata of Akerlof on Decomposition of Diaoetone 
Alcohol in Potassium Hydroxide Potassium Salt
Solutions
Decomposition in 0*1 H, KQH with added Potassium
Salts
N
salt
HOjf Cr04* no5“ 01* Br 1“ SOW* OR*
0.00 204 204 204 204 204 204 204 204 204
0.50 207 187 195 185 183 178 168 162 181
1.00 209 176 191 171 166 158 141 133 163
1.50 214 164 183 158 153 145 122 115 150
2«.00 221 156 179 143 142 130 108 100 139
2.50 229 148 174 139 133 ISO 96.5 89.3 130
3.00 237 140 172 134 126 112 86.3 82,1 123
3.50 250 137 170, 131 123 106 81.8 73.9 119
4.00 262 135 168 129 121 102 76.0 68.6 117
4.50 271 136 167 — 119 101 71.0 62,1
5.00 277 • - - * 98 65.8 51.4 113
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TABLE VI-B
Bata of Akerlof on Decomposition of 
Diaoetone Alcohol in Sodium Hydroxide- 
Sodium Salt Solutions 
Decomposition in 0.1 N NaOH with added sodium salts
N
salt
S04- cr045 NO3-
0.00 197 197 197 197
0.50 199 174 183 172
1.00 200 155 172 154
1.50 204 141 163 138
2.00 210 129 156 126
2.50 217 120 149 118
3.00 224 113 144 110
3.50 232 108 159 104
4.00 241 102 134 99.0
4.50 250 99 129 94.3
5.00 - 95 126 90.3
5.50 • 92 m 86.5
6.00 * 89 - 84.2
x 104
OlOjf 01“ Br~ 1* SQST* car
197 197 197 197 197 197
171 170 165 157 152 179
152 149 143 130 124 165
135 133 124 109 103 154
124 121 110 94.0 87.0 143
113 110 99.1 81.8 75.4 138
107 101 90.2 72.0 65.2 132
100 96.0 81.8 63.2 57.0 127
95.7 91.8 73.9 56.0 50.8 123
91.4 87.8 67.0 49.3 43.6 *
88.6 83.5 61.2 43.4 39.5 118
84.0 80.3 56.1 37.9 -
81.0 78.1 53.8 36.0
TABLE VI~0
Data of Akerlof on Deeoxapoeitlon of Diaoetone Alcohol 
In Alkaline Hydroxide Solutions
Cone. KOH KaOH L10H
N % K % K % K
0.1 0.0211 0.211 0.0208 0.208 0.0205 0.205
0.2 0.0402 0.201 0.0392 0.196 0.0384 0.192
0.4 0.0790 0.198 0.0758 0.189 0.0732 0.183
0.6 0.117 0.195 0.112 0.187 0.107 0.178
0.3 0.154 0.192 0.149 0.186 0.139 0.175
1.0 0.196 0.196 $.136 0.186 0.174 0.174
1.2 0.246 0.205 0.227 0.190 0.320 0.175
1.4 0.293 0.209 0.268 0 .191 0.245 0.175
1.6 0.347 0.217 0.314 0.196 0.280 0.175
1.3 0.407 0.223 0.362 0.201 0.313 0.174
2.0 0.468 0.234 0.412 0.206 0.346 0.173
2.2 0.542 0.246 0.459 0.213 0.380 0.173
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TABLE VII
Constants used in Plotting Curves for Concentration 
Effect In Fig, 7
r0 » 3 A° for uni-univalent compounds 
r0 : 5 A° for uni-tlvalent compounds
Substance p* x 1018
KOH KNOg 5*39 8.80
KNOs 7*47 8.74
KOI 8*44 3.88
KBr 10.51 4 . 86
KI 14.81 6.41
KSGN 16.60 7,30
KOH 8.90 5.45
Ka OH NaNOg 9.87 3 * 94
NaNOj 10.59 4.30
NaClOg 10.79 4 *40
NaCl 10.88 4.41
NaBr 13.36 5.65
Nal 17.88 7.Cl
NaSCN 19.04 8.58
NaCN 7.13 8.57
KOH 5.51 1.76
NaOH 6.89 3.15
LiOH 9.64 3.9E
KOH KgCr04 10.36 . ID
NaOH K3Cr04 9.47 3.76
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TABUS VIII
Data of Akerlof on Decomposition of Diaoetone Alcohol 
by Sodium Hydroxide in Water Mixtures of Organic
Solvents
vat* i Glycerine Glycol Methanol Sthanol N-Propanol leopropyl Methanol
Alcohol S-Propanol
0 % D % D % D % D % D % B %
0.0 SO 8 78.5 208 78.5 208 78.5 208 76.5 208 78.5 208 78.5 10.5
10 109 75.7 130 76.5 151 74.1 202 72.6 194 71.8 209 71.4 12.5
so 64.4 72.9 88 72.8 116 69.2 198 67.0 182 64.9 214 64.1 17.2
50 45.8 70.0 59.2 6918 86.5 64.3 195 61.1 172 57.7 219 56.9 21.9
40 52.8 67.1 44.6 66.6 62.4 59.6 189 55.0 164 50.3 228 49.7 28. 0
50 25.8 64.0 30.3 63.2 46.0 54.9 187 49.0 163 43.0 247 42.5 38.7
60 16.2 60.0 21.6 59.4 38.4 50.1 182 43.4 170 36.4 276 35.3 50.8
70 10.9 55.6 15.8 54.7 28.7 45.0 182 38.0 185 30,7 321 28.7 68.4
80 50.6 13.S 49.3 21.6 40.1 188 32.8 209 26.1 900 23.7 112
90 45.5 43.7 15.4 35.7 196 28.1 270 22.7 20.3 227
99 40.1 57.7 10.3 31.5 231 24.3 500 20.1 18.0 500
5
TABUS IX
Constants Used In Plotting Curves in
tig, 8
rQ s 5 A°
_jXo - 4 x IQ"18
Substances used x ICr*8 n'
as solvents
,18
(NaOH s 0,1 N)
glycerine 376 187
glycol 17a 85
methanol 104 51
Sthanol 6,61 8,31
N-propanol 15,66 5,83
LO O f * •
Rg. T 58
51*
ONSTANTS
M a OH 
Li OH 
IL OH
KOH-k^Cr 04 
,NAOH-NAlCrO,
Fig. 8
5.0
®  G ly c e r in e  
A  G l y c o l  
x CH^OH 
o CzH5OH 
•  n - C5Hn0H
4.5
4.0
3.5
2.0
1.0
O .5 1.0 3.02.0 2.5 3.5 4.0 6.045 5.5
S9
Yd1 «10‘
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